The reaction CHaCH(OH)2-» CHaCHO + H 20 has been studied kinetically in aqueous acetone using a dilatometric method. It was found to be a first-order reaction, catalyzed by uncharged acids, cation acids, uncharged bases and anion bases. Q uantitative measurements were made on the catalytic effect of 63 acids. The results for 32 carboxylic acids and 15 phenols conform approxim ately to a single relation between catalytic power and dissocia tion constant in water, but m ost o f the 16 acids o f other types show considerable positive or negative deviations from this relation. These deviations are related to the structures of the catalysts, and it is shown that, for acids of equal strength, the velocity of protolytic change is decreased by a mesomeric charge-shift in the anion, and is increased if mesomerism in the acid is lost on ionization. This principle is related to the occurrence of pseudo-acids and bases, and is interpreted in terms o f molecular potential energy curves.
Introduction
Protolytic reactions between acids and bases normally take place so rapidly th at their velocities cannot bU measured, even by special experimental devices. There are, however, two classes of reaction in which the velocity is low enough to be measured. The first class concerns pseudo-acids and pseudo-bases, whose reactions with ordinary acid-base systems are slow enough to be studied by straightforward methods. This behaviour is always associated with a change of electronic structure in the pseudo-acid or base (Bell 1947) : for example, nitromethane CHa.N reacts slowly with hydroxyl ions losing a proton to form the ion CH2:N< in which the negative charge is far removed from the atom to which the proton was attached. The second class of slow protolytic reaction is met with in general acidbase catalysis, which always involves the slow exchange of a proton between the substrate and the catalyst (Bell 1941, chap. v 
ii).
The substrate is normally such a weak acid or base that the extent of its reaction with the catalyst is too small to be detected by ordinary methods, and the possibility of studying the protolytic reaction depends on some further phenomenon, associated with the primary reaction, such as racemization, isotope exchange, decomposition, or rapid reaction with some other species. Here also the slow reaction is usually associated with a change in electronic structure in the substrate, which can be classed as a very weak pseudo-acid or base: for example, the base-catalyzed prototropy of ketones and similar substances rate of proton transfer. Modern theories and experimental investigations of mole cular structure indicate th a t a large proportion of acids and bases undergo some degree of electronic re-arrangement when losing or gaining a proton, which should give rise to differences in the velocities of their prbtolytic reactions (Bell 1940) . I t is unlikely th a t such differences could be detected by investigating ordinary acidbase reactions, since even in extreme cases like the nitro-paraffins the velocities of neutralization are only just low enough to be studied quantitatively a t ordinary temperatures. More convenient velocities can be obtained if one of the reactants is throughout a pseudo-acid or base, i.e. in a catalyzed reaction where the substrate remains the same and the acid-base systems to be investigated are used as catalysts.
The velocity of such a catalyzed reaction will of course depend on the acid-base strength of the catalyst, even if structural effects are absent. I t is now well estab lished th a t for a series of structurally similar catalysts (e.g. carboxylic acids) this dependence is a quantitative one and can be expressed by a relation of the form k = GK* , B, where k is the catalytic constant, K A B the acidic or basic dissociation constant of the catalyst, and G and a quantities depending only on the solvent, the tem perature and the nature of the reaction, a being less than unity. This type of relation was first proposed by Bronsted, and is commonly known by his name. Most experimental work on the Bronsted relation has been concerned with series of very similar catalysts, and although the effect of charge on G and a has been demon strated there has been no systematic attem pt to investigate the effect of structure. A few isolated observations suggest th a t the effect may be a considerable one. Thus it has been found th a t in various reactions the picric acid molecule (Bronsted & Bell 1931; Bell 1934) and the ions of nitrourethane (Bronsted & Pedersen 1924 ) and nitramide (Tong & Olson 1941 ) have a much smaller catalytic effect than would be expected from the Bronsted relation valid for other catalysts of the same chargetype: in each case the addition or subtraction of a proton involves a considerable electronic shift in the catalyst.
The object of the work described here was to compare the catalytic effect of acids varying as widely as possible in structure. The reaction employed had not been previously studied kinetically, though reactions of this kind are believed to be of importance in many biological processes. Its value in the present context lies in the fact th a t it is sensitive to very weak acids and in the convenience and speed with which kinetic measurements can be made, thus making it possible to study a wide range of catalysts.
The hydration of acetaldehyde
Although the evidence for the existence of a solid hydrate CH3CH0 .H 20 (analogous to chloral hydrate) is not very satisfactory (Colies 1906) , there are strong reasons for supposing th a t in aqueous solution acetaldehyde is present largely as the hydrate CH3CH(OH)2. Ramsay & Young (1886) noted th a t acetaldehyde and water mix with considerable evolution of heat and diminution of volume, and their ob servations were confirmed and extended by Perkin (1887) . Later quantitative work on the heat of mixing (Brown & Pickering 1897) and the density of aqueous solutions (Homfray 1905) showed th a t the degree of hydration varies with tem perature and dilution, and indicated th at a considerable proportion of aldehyde remains un hydrated unless a large excess of water is present. Investigations of ultra-violet absorption (Schou 1926; Herold& Wolf 1931) point to hydration, since the character istic absorption of the carbonyl group is greatly diminished in dilute solutions of acetaldehyde in water and other hydroxylic solvents. Finally, Herbert & Lauder (1938) showed by means of the isotope 0 18 th at there is a rapid exchange of oxygen between water and acetaldehyde, which they attribute to the reversible formation of the hydrate CH3CH(OH)2. The analogous exchange between acetone and water is a slow process even at 100° C (Cohn & Urey 1938), and there is also some evidence th at the hydration equilibrium of acetaldehyde is not established instantaneously. Perkin (1887) found th at on mixing acetaldehyde and water the immediate effect was a small absorption of heat, followed by a much greater heat evolution which was not complete after 24 min. He also noted th at a change of temperature caused slow variations in the density of acetaldehyde-water mixtures, equihbrium being reached only after some hours. Herbert & Lauder (1938) also showed that the isotopic exchange takes place a t a measurable rate. I t is likely that this change will be accelerated by acids and bases. Brown & Pickering (1897) observed that the heat of hydration was evolved more rapidly in the presence of ammonia, and the analogous hydration equihbrium C0 2 + H 20^H 2C0 3 is known to exhibit general base catalysis (Booth & Roughton 1938) . Moreover, many acid-base catalyzed reactions involve the reversible addition of a hydroxy-compound to a carbonyl group according to the scheme o /OH -C f +HO-X \ ) for example, the reversibly formation of semi-acetals (Dieckmann 1916 (Dieckmann , 1917 , the mutarotation of glucose (Lowry & Smith 1927; Bronsted & Guggenheim 1927) , the reversible dimerization of hydroxy-aldehydes and ketones (Bell & Baughan 1937; Bell & Hirst 1939) , the mutarotation of certain a-keto-esters (McKenzie & Mitchell 1929; McKenzie & Ritchie 1931 , 1932 and exchange reactions between alcohols and esters or acetals (Schaefgen, Verhoek & Newman 1945; Alquier 1943) . For the dehydration of acetaldehyde hydrate probable mechanisms would be as follows:
Method of making kinetic measurements
If an aqueous solution of acetaldehyde is added to a large amount of inert solvent, the hydrate dissociates at a measurable rate, producing a considerable volume increase. In the present work 2*5 ml. of an aqueous solution containing 14-5 % acetaldehyde by weight was added to 25-5 ml. of acetone containing the catalyst to be studied, and' the mixture transferred at once to a simple dilatometer of about 20 ml. capacity having a capillary of 0-2 to 0-3 sq.mm, cross-section. The course of the reaction corresponded to 8 to 12 cm. movement in the capillary, and the position The catalyzed dehydration of acetaldehyde hydrate IO-2 of the meniscus could be read to 0*05 mm. The dilatometer was filled by suction through a 1 mm. capillary attached to the other end of the bulb, and was sealed by forcing a small quantity of high-temperature tap-lubricant into the end of this capillary, thus avoiding the use of a tap. The acetone was evacuated for a few minutes before use to remove dissolved air, which would otherwise produce bubbles during the experiment. Measurements were made in a therm ostat a t 25 ± 0-003° C, corre sponding to 0-02 mm. in the height of the meniscus. Reliable readings could be obtained within 5 min. of mixing, and about 40 readings were normally taken.
In presence of acid catalysts the reaction was strictly of the first order over a t least 90 % of its course, though very long reaction times reveal a slow subsequent volume change corresponding to a reaction about 30 times slower th an the main change. This may be due to the dehydration of other hydrates, such as (CH3CH0 H )20 , since a solid hydrate (CH2C1. CH0 H )20 has been isolated, and hydrates of this type are believed to exist in aqueous formaldehyde solutions (Walker 1944) . Firstorder constants were obtained graphically from the first 90 % of the reaction by the method of Guggenheim (1926) , and showed no systematic variation when the concentration of acetaldehyde or water was changed by a factor of eight. I t might be suspected th a t the change observed was not the dehydration of the aldehyde hydrate, but involved a reaction with the acetone. However, this was disproved in two ways: first, closely similar results were obtained if dioxane was used as solvent in place of acetone, and secondly, no volume change was observed if acetaldehyde was added to a solution of water in acetone, or w ater added to a solution of acetalde hyde in acetone. I t can be similarly shown th a t no appreciable reaction takes place under the conditions of our experiments between acetaldehyde and any of the catalysts used, though such reactions are known or would be expected to exist in some instances.
Some experiments were done with triethylamine and tri-w-butylamine as basic catalysts. When acetone is used as the solvent the initial increase in volume is followed by a slower decrease, which is probably due to a condensation reaction between acetaldehyde and acetone, since it is absent in dioxane solution. I t is, however, possible to disentangle the two reactions and thus to determine the catalytic effect of the amine in the dehydration reaction. Experiments with salts of aliphatic and aromatic amines showed th a t the amine cations can act as acid catalysts just like the uncharged acids. Catalysis by amine molecules and cations has not yet been examined thoroughly, and it is mentioned here only to confirm the existence of general acid-base catalysis in its widest sense.
Experiments with other aldehydes showed th a t propionaldehyde and isobutyraldehyde form hydrates in solution in the same way as acetaldehyde, and show a similar acid catalysis in their dehydration. W ith furfural, on the other hand, no evidence of hydration was obtained.
P reparation of materials
Commercial pure acetone was fractionally distilled once, and this product gave kinetic results identical with those obtained with acetone purified through the sodium iodide compound (table 1). Acetaldehyde was redistilled in an atmosphere of nitrogen directly before use. Some samples of acetaldehyde were found to contain traces of halogen acid, which was removed by a preliminary distillation from three times its volume of water. The acetaldehyde-water mixture was stored under nitrogen in a sealed flask to minimize oxidation, and 0*5 % of hydroquinone was usually added for the same purpose: this was shown to have no effect on the kinetic results.
The catalysts used were of ' Analar ' grade or were subjected to recrystallization of fractional distillation. Such purification was repeated until a further stage caused no change in the relevant catalytic coefficient, and if possible different sources and different methods of purification were employed. The methods of purification and the melting-point or boiling-point of the product are given in table 3.
I nterpretation of kinetic results
Even with the strictest precautions it was found impossible to reduce the acetic acid concentration in the final mixture below about 1 x 10~4m (corresponding to the oxidation of 0-05 % of the acetaldehyde present) and a more usual figure was 5 x 10-4m.
The dehydration reaction took place at an appreciable rate in these solutions, and experiments in which acetic acid was added to the acetone showed th at this catalysis was mainly due to their acetic acid content. The data are given in table 1 and plotted in figure 1. In some experiments the total acetic acid concentration was measured by titration, while in others the acetone solution was made up by weight and the acetaldehyde solution titrated. It will be seen that the reaction velocity is closely proportional to the total concentration, the scatter of the points being attributable to the titration errors in dilute solution. It will be shown later that the small intercept at c = 0 in figure 1 can be reasonably attributed to catalysis by water molecules.f Table 1 
. Catalysis by acetic acid
The catalyzed dehydration of acetaldehyde hydrate 145 c = to ta l acetic acid co n cen tra tio n in moles/1. k = first-order v e lo c ity c o n sta n t, m in u tes, decadic logarithm s. E xp erim en ts m arked w ith an asterisk w ere carried o u t w ith a ceto n e purified through th e sodium iodid e com pound. Although acetic acid could not be completely eliminated from the acetaldehyde solutions it was found that the acetic acid content of a given solution kept under nitrogen remained sensibly constant over 24 hr. even when 10 to 12 withdrawals were made during this period. In making measurements with added catalysts, it was found th a t the plots of k against catalyst concentration we aldehyde solutions giving parallel lines with different intercepts on the &-axis. In order to minimize any error due to a progressive increase in acetic acid concentration, experiments were always done alternately with more concentrated and less con centrated catalyst solutions. Typical plots obtained in this way are shown in figure 2, and the catalytic constants given in this paper are all derived from plots of this kind.
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They clearly cannot be very accurate for catalysts like 1-nitropropane (cf. figure 2) , where the change in velocity amounts only to about 15 % in the most concentrated solutions, but for most catalysts they should not be in error by more than a few per cent.
In the experiments with saccharin as catalyst, where the maximum concentration which could be employed is less than 10-4m, the observed velocities varied erratically, and the k-c plot makes an intercept on the c-axis a t about 1-5 x 10~5m (figure 3). This behaviour was traced to the adsorption of an appreciable amount of catalyst on the walls of the dilatometer, a phenomenon which has previously been observed in another catalytic reaction (Bell & Rybicka 1947) . If the dilatometer was packed with thin glass rods all the velocities were decreased, and the intercept on the c-axis rose to about 4 x 10-5. The adsorption process is not an instantaneous one, since the rate falls during the first few minutes of the reaction, this fall being absent if the dilatometer is first rinsed out with the solution to be used. The intercept of 1 • 5 x 10~5 m corresponds to about 3 x 1015 molecules per sq.cm, of the glass surface, which is a reasonable figure for a single layer. I t seems, therefore, th a t the am ount of catalyst adsorbed is roughly constant throughout, and th at the catalytic constant can be taken as equal to the slope of the line drawn in figure 3. Adsorption is probably also detectable in the data for dichloracetic acid, but it will have no appreciable effect
The catalyzed dehydration of acetaldehyde hydrate with any of the weaker acids, since the concentrations employed are much greater. On the other hand, with acids much stronger than dichloracetic the concentrations which can be used are so low that irreproducible results would be anticipated: this was in fact found to be the case for trichloracetic and picric acids.
The acids employed are slightly ionized in the reaction medium 92-5 % acetone + 7*5 % water, and approximate conductivity measurements show th a t acetic acid has a dissociation constant of about 10~8, i.e. 1000 times smaller than in water. I t is possible, therefore, th a t a proportion of the catalysis observed is due to hydrogen ions, though the linearity of the k-c plots shows th a t th large one. The point was investigated by making measurements with buffered solu tions and it was found th a t the presence of about 10 % of the sodium salt of the acid was sufficient to repress the hydrogen ion effect completely. For example, 1*9 x 10~3m acetic acid with the addition of 0, 3*3, 6*8 and 20 % of sodium acetate gave velocity constants of 0*0354, 0*0340, 0*0326 and 0*0328 respectively. Series of measurements were carried out with acetic, monochloracetic and dichloracetic acids, for which it was found th a t both buffered and unbuffered solutions give a linear relation between reaction velocity and acid concentration, the line for buffered solutions being somewhat lower. The results are summarized in table 2. Independent experiments showed th a t there was no detectable kinetic salt effect a t the ionic strengths ( < 10-4) in these experiments. The true catalytic constants for the undissociated acid molecules are of course those measured in the buffered solutions, and it would be desirable in principle to investigate buffered solutions for all the catalysts studied. There are, however, difficulties for acids in the pK range 3 to 7 because of the unavoidable presence of acetic acid: the equilibrium CH3COOH + X^+ C H 3COO + H X will assume an intermediate position, and the contribution of acetic acid catalysis to the observed rate can no longer be assumed constant. For acids with pK > 7 this difficulty dis appears, since the acetic acid will be converted completely to acetate ion, bu t with such weak acids the concentrations are so high th a t there are appreciable kinetic salt effects in buffer solutions; moreover, the anions of very weak acids may be expected to act as basic catalysts, and such basic catalysis was in fact observed in solutions of sodium p -nitrophenate. Direct measurements with buffer solutions are therefore confined to acetic acid itself and the small number of acids with pK < 3. Fortunately the correction for hydrogen-ion catalysis can be calculated with sufficient accuracy, and is negligible in many cases.
L et k be the measured velocity in an unbuffered solution of concentration c of which k' is due to hydrogen ions. Then if dissociation constants in the reaction medium are proportional to those in water, we can write = where K A is the dissociation constant of the acid in water, and A a constant for all the catalyst solutions. I t will be seen later th a t for the m ajority of the catalysts the observed catalytic constants in unbuffered solutions are related to the values of K A by a relation of the form kjc = O K 55,G being a constant for all the bining the last two equations we find k'lk = AG-iJc-iK0 j*2\
( 1) Equation (1) shows that the proportion of catalysis due to hydrogen ions increases with increasing acid strength, as found in table 2. I t should also depend on the observed velocity k, but the data obtained are not sufficiently accurate to detect this with certainty over the small range of velocities (k -0*02 to 0*1) covered. This range was approximately the same for all the catalysts, and for the purpose of obtaining the true catalytic constant kc from the observed slope of the k-c plot we can write equation (1) in the form k'Jkc = BK°f25, where k'c is the correction which must be subtracted from kc to allow for the effect of hydrogen ions, and B is a con stant for all the catalysts. The best value of B to fit the data in table 2 is 0*4,
The values calculated from (2) are given in table 2, and this relation was used throughout in correcting the observed values of kc. The maximum correction is 24 % for dichloracetic acid, and most of the corrections made were less than 10 %. For acids with pK > 6 equation (2) predicts a correction < 2 %, and for su no correction was applied. None of the general conclusions of this paper would be modified by modifying the correction for hydrogen-ion catalysis in any reasonable manner, or by omitting it altogether.
D iscussion
The above data fully establish that the dehydration of acetaldehyde hydrate exhibits general catalysis by acids (of zero and positive charge) and bases (or zero and negative charge). The probable mechanism has already been given (p. 143), and the second step is likely to be the rate-determining one both for acid and for basic catalysis, since the first step in each case involves only the formation or fission of an O-H bond, which experience shows to be very rapid. Table 3 gives data for the catalytic coefficients ( ) of 63 uncharged acids, and it is of interest to compare these with their acid strengths as measured by their dis sociation constants in water. In making such a comparison it is necessary to allow for statistical differences between the catalysts: thus if the acid has p equivalent detachable protons, and the corresponding base equivalent points of attachment for a proton, we must compare kjp with qKAjp (Bronsted 1928 and the observed values of kc agree with this relation within 0*3 logarithmic unit, with the exception of pentachlorophenol and 2 .4-dinitrophenol, where the diverg ence is +0*6 and 4-0 8 respectively. (If the experimental values of kc uncorrected for hydrogen-ion catalysis are used, an equally good straight line is obtained, of slope 0*55.) Closer examination reveals some further regularities: for example, the points referring to aliphatic acids and ortho-substituted benzoic acids lie somewhat below the line represented by equation (3), and those for meta-and para-substituted benzoic acids somewhat above it. I t would of course be desirable to use dissociation constants measured in the reaction medium (92*5 % acetone + 10 % water) in place of water. Since these are not available, it is of interest to compare the kinetic d ata with relative acid strengths in w-butanol, which has a similar dielectric constant. D ata available for 22 of the acids used here (Wooten & H am m ett 1935), and figure 5 shows a plot of log10 Felder 1944 ), and we have assumed our solutions to contain 100% enol, since the change from water to 92-5% acetone raises the enol content of benzoylacetone from 34 to 86 %. The k-c plots for these two catalysts showed a slight curvature, which may indicate some reaction between catalyst and acetaldehyde: however, the volume change and the course of single reactions were quite normal, and no change was visible in the solutions after 2 hr., although dimedone is used as a reagent for aldehydes.
where K'A is the acid strength in w-butanol relative to benzoic acid. The general picture is very similar to th a t in figure 4 , the broken line representing the mean line for all the catalysts, and the full lines the separate relations for aliphatic arid ortho-substituted benzoic acids (lower line) and for meta-and para-substituted acids (upper line). The point for 2 . 4-dinitrophenol now lies close to the mean line, and it seems likely th a t its discrepant position in figure 4 is due to an abnormal l°g loiqK M Figure 5 change in acid strength in passing from w ater to 92-5 % acetone: the same may be true for pentachlorophenol. A part from this the data for w-butanol (which represent a particular case of the parallelism commonly found between relative acid strengths in different solvents, cf. Bell 1941, p. 108) justify the use of the more accessible dissociation constants in water.
We shall return later to the detailed features of figure 4, bu t shall consider first the position of the sixteen miscellaneous acids a t the end of table 3; some of which show considerable deviations from equation (3): these are listed in table 4. Before seeking a structural reason for these deviations we must consider why the carboxylic acids and the phenols conform to the same relation, in spite of structural differences. In the anion of a carboxylic acid the change is divided equally between two oxygen atoms, so th at ionization involves some spread of charge away from the site of the proton. There is no corresponding change in the ionization of phenols as conventionally written, but this no doubt exaggerates the difference between the two classes. In the first place, the acidity of the phenols (some 10 powers of 10 greater than th at of the alcohols) implies that the negative charge in the anion must be partly distributed over the benzene ring, which may be represented by participating structures such as
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In the second place the undissociated carboxyl group has a considerable resonance , so that the change in structure is not so great as might be supposed. The net result is that the spread of charge on ioniza tion is not very different in degree for carboxylic acids and for phenols.
The first seven acids in table 4 all contain a proton attached to an oxygen atom, and can be legitimately compared with the phenols and carboxylic acids. In the four ketoximes there is no formal possibility of structural change on ionization and the negative charge must remain concentrated chiefly on the one oxygen atom. They are correspondingly 10 to 100 times more active than phenols of the same dissociation constant, and the same effect appears to a less marked extent with chloral hydrate. In the two /?-diketones, on the other hand, the charge on the anion is shared between two oxygen atoms, e.g. for benzoylacetone, {C6H 5. C(0~): CH . CO. CH3, C6H5. CO. C H : C(0 " ) . CH3}.
The structural change in the ionization of the enol thus resembles that in the car boxylic acids, but now involves a wider spread of charge: correspondingly, the catalytic constants are about 20 times smaller than equation (3) predicts. The next five acids in table 4, containing an acidic ^>NH group, do not show any large devia tions, and since both the molecules and ions can be given a large number of bond assignments, no general conclusions can be drawn. Finally, the four nitroparaffins which conclude table 4 are 25 to .70 times less effective than anticipated. Although it is not entirely legitimate to compare them with -OH acids, it is reasonable to relate this low activity to the fact that, when a nitroparaffin ionizes, the negative charge is shifted almost completely away from the carbon atom and resides in the N0 2 group.
The large effects considered above provide good evidence for a general relation between the catalytic power of an acid of given strength and the extent to which a charge-shift takes place vhen it ionizes. We shall now examine how far some of the smaller differences can be accounted for along the same lines, though such con siderations are bound to be more speculative. For example, the two aromatic ketoximes (table 4) are not such active catalysts as the aliphatic ones although they have ten times the acid strength: this can be related to the possibility of structures such as CH3 N =0 energy, involving the structure i?.c/+
.0-OE in the anion, which serve to shift some of the negative charge,away from the oxygen atom. Such structures will not be as im portant as the corresponding ones in phenol so th a t the aromatic ketoximes still show a positive deviation from equation (3). The still smaller positive deviation shown by chloral hydrate may be due to hydrogen /O r bonding in th e anion, Cl3 C<^ ^h , w h ich w ill h a v e th e effect o f sh iftin g som e o f the negative charge on to the other oxygen atom. In order to explain the distinction found (cf. figure 5 ) between benzoic acids and its meta-and para-derivatives on the one hand and aliphatic acids (including aro matic acids with the carboxyl group in the side-chain) on the other, we m ust con sider the factors which determinate the strength of aromatic acids. Considering the
there is clearly some factor present reducing the strength of benzoic acid, which on a normal inductive basis would be expected to have Ka a t least 2 x 10-4 (cf. formic acid, Ka = 1-8 x 10~4). This factor is probably the contribution of structures like ( a ) (and similar structures with a positive change in the ortho-position) to the mesomeric state of the molecule.
The corresponding structure ( b ) for the anion is relatively improbable, since it involves the loss of the normal resonance energy of a carboxylate ion, and the proximity of two large negative charges: hence the effect of such structures is to decrease the strength of the acid by stabilizing the molecule relative to the ion. This is the reverse effect to the one we have already considered (the stabilization of the anion by types of mesomerism which cannot occur in the acid molecule), and we should expect it to have the opposite kinetic effect, i.e. to increase the reaction velocity. This accounts for the fact th a t the aromatic acids are better catalysts than aliphatic acids of the same strength, and it also explains the inclusion of cinnamic acid among the aromatic acids, since structures of the type + /~\ = C H -C H = c / XOH are possible. The same picture accounts for the high dissociation constants of the ortho-substituted benzoic acids and the fact th a t they fall together with the aliphatic rather than the aromatic acids in figures 4 and 5. A structure such as (a) above demands th a t the COOH-group shall lie in the plane of the ring, and this will be sterically impossible if there is an ortho-substituent: hence these structures are unable to stabilize the undissociated molecule, and the substance behaves kinetically as an aliphatic rather than as an aromatic acid. Accordingly it is to be expected th a t the position of the ortho-substituted acids on the Bronsted plot would be below the meta-and para-aromatic acid line, but not below the aliphatic line, which represents"^ lower limit. Reference to figure 5 shows this to be the case. The only exception to this rule is salicylic acid, where the position is complicated by hydrogen bonding with the OH-group. The experimental data provide a rough estimate of the catalytic power of the species H aO. The small intercept in figure 2 corresponds to a velocity of about 4 x 10~3 in a 4m solution of water, giving & C (H20 ) ~ 10~3. (It is clear from the experi ments with amine bases that any basic catalysis by the water molecule will be negligible.) The usual value given for the acid strength of the H 20 molecule is K wl[H 20 ] = 10~14/55-5 = 2 x 10~16. Putting this value in equation (3) with = 2, q = 1, we obtain kc -2-5 x 10~5, which is 40 times smaller than the obser and would not be detectable experimentally. The value 2 x 10~16 probably under estimates the acid strength of the H 20 molecule, and it has been estimated (Bell 1943) th at the true value lies somewhere between 2 x 10~16 and 8 x 10~14. However, even using the higher of these two figures the calculated value is 5 x 10-4, and it seems certain that the catalytic power of the H 20 molecule is considerably greater than equation (3) predicts. This is just what would be expected from the above considerations, since there are clearly no possibilities of mesomeric charge shift in the ion OH-.
Our experimental results demonstrate that for uncharged acids of equal strength the velocity of protolytic change is decreased by the occurrence of a mesomeric change when the anion is formed, and increased by the existence of mesomerism in the acid which cannot occur in the anion. In particular, in an acid catalyzed reaction a series of catalysts, for which the variations in strength are mainly determined by inductive effects, will conform to a single Bronsted relation, while the occurrence of variable mesomeric effects will lead to deviations from such a relation. The same regularities will of course hold for the velocity of reverse process of the transfer of a proton to the anion (e.g. basic anion catalysis), since the position of equilibrium depends only on the strength of the acid. We shall now show that these regularities can be accounted for in terms of molecular potential energy curves. In figure 6 , let A BCD be the dissociation curve for an acid H X with no mesomeric change in the anion. The dissociation curve of another acid YH, having the same strength as X H , but with an anion stabilized by charge shift, will be represented by ABC'D, lying above the first curve. If the charge-shift were inhibited completely the acid YH would be weaker, dissociating to the level D' where DD' is the stabilization energy of the anion Y~. At an intermediate internuclear distance the charge shift in the actual acid will be incomplete, so that C"C' < C"C < D'D. The converse argument will apply if mesomerism is present in the acid instead of the anion. This argument can be extended to the velocities of transfer of a proton from the acids X H and YH to a base S (e.g. a substrate in a catalyzed reaction). In figure 7, curve ABO D E represents the energy changes during the reaction between X H and S, B being the equilibrium position for X H + 8 , D that for X~ + H 8 +, and C the transition state. The heat of reaction Q and the activation energy E are shown on the diagram. The corresponding curve for YH is ABC 'D E, where the heat of reaction is unchanged (since the acids are of equal strength) but the activation energy is increased by an amount DE, which will be less than the stabilization energy of Y~. The value of DE clearly depends on the nature of the transition state: if it is close to the initial The catalyzed dehydration of acetaldehyde hydrate state, DE will be small, while if it approximates to the final state, D E m ay be nearly equal to the stabilization energy. These diagrams show th a t the occurrence of structural changes on ionization is associated with variations in the shapes of the potential energy curves. This explains why such changes cause deviations from the Bronsted relation, since the theoretical treatm ent of this relation assumes a series of curves wnich differ in relative position, but have the same shape (Horiuti & Polanyi 1935; Bell 1936) .
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Figure 7
For the nitroparaffins it is possible to attribute a t least a p art of the observed reaction velocity to catalysis by the small equilibrium concentration of the aci-form I f we use the concentrations and dissociation constants of the aciform measured in aqueous solution (Turnbull & Maron 1943 ) the velocities predicted by equation (3) are in fact fairly close to the observed values. These values therefore represent upper limits for the catalytic effect of the nitro-forms, which may be much smaller, or even zero. There is no evidence th a t such tautom eric forms exist for any of the other catalysts used, and they can be assigned separate catalytic effects only if they react with the substrate through different transition states. I f any corrections for tautomerism were necessary, their effect would always be to increase the negative deviations found, so th a t the structural arguments advanced would still be valid.
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